
Page 1 of 1 
Chem 201 Lecture 9a 
Summer’09 
 
Return tests 
 
Last time:  
Potentiometry 
 
Today: 
1. finish Potentiometry 
2. Start analytical separations 
 
Potentiometry:  
 
cell potential represented by Nernst equation 
 
Nernst equation can be written for each half cell 
 
Ecell = Ecathode – Eanode    
(or Ecell = E+ - E-  or Ecell = Eright – Eleft) 
 
Potentiometry fixes one of the half cells as a “reference”. 
 
2 kinds of common reference electrodes: 
a) Ag+/AgCl (“silver-silver chloride”) 
b) SCE (“Saturated Calomel Electrode”) 
 
Ag/AgCl:   
 
AgCl(s) + e-  Ag(s) + Cl-  
E°=+0.222V but E(sat’d KCl) = 0.197V 
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SCE:  
 
 
 
 
 
 
 
 
Saturated Calomel Electrode (SCE) 
 
½ Hg2Cl2(s) + e-  Hg(l) + Cl-  0.268V ;  for saturated KCl: +0.241V 
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Indicator electrodes: 
2 types: (a) metal electrodes and (b) ion-selective electrodes 
 
 
a) metal electrodes: respond to redox  reaction  
on the metal surface. 
e.g. to measure Cu2+ in a conc cell we used Cu electrode. 
 
Other metal electrodes used (for their respective ions) 
are: Zn, Ag, Cd, Hg.  For dissolved redox couples, we use Pt. 
 
b) ion-selective electrodes – respond to  
selective binding of ion to a membrane 
(example: Fluoride selective electrode) 
 
(uses the phenomenon known as a junction potential (read up on this section 
15-3). 
 
 
 
 
 
 
 
 
 
 
 
Back to POTENTIOMETRIC   TITRATION: 
 
 E.G.  Fe2+ titrated with Ce4+ 
the potentials:  
 Fe3+ +  e- --> Fe2+    E°Fe3+/Fe2+ = 0.767 V 
  

Ce4+ + e- --> Ce3+      E°Ce4+/Ce3+  = 1.70  V 
 
The titration reaction (i.e. the spont. rxn): 
 

Fe2+ + Ce4+ --> Fe3+ + Ce3+    
 
 
- - - -  
Be able to calculate the E for various points of a titration: 
 
e.g.  100. mL of 0.100 M Fe2+ is titrated with 0.100 M Ce4+ 
using SCE as reference electrode. 
 
First, get Ve:  Ve = M1V1/V2  = 100. mL 
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Region I, before equivalence point (ep) : 
 
E = E°Fe3+/Fe2+ -0.0592 log([Fe2+]/ [Fe3+]) -0.241V 
  
You need ratio: ([Fe2+]/ [Fe3+])  , use the “bar” method: 
 
([Fe2+]/ [Fe3+]) = (Ve – VCe4+)/VCe4+ 
 
If you added VCe4+=  50.0mLs: Then ([Fe2+]/ [Fe3+]) = 50/50 =1 
 
If you added VCe4+=  20.0mLs: Then ([Fe2+]/ [Fe3+]) = 80/20=4 
Etc. 
 
Region II at ep: 
 
E = (1/2) (E°Fe3+/Fe2+ + E°Ce4+/Ce3+ ) – 0.241 =(1/2)(.767+1.70) -0.241 
=0.993V 
 
Region III  after ep: 
 
E = ECe4+/Ce3+ -0.0592log ( [Ce3+]/ [Ce4+]) – 0.241 V 
And ( [Ce3+]/ [Ce4+]) can be obtained from the “bar method: 
( [Ce3+]/ [Ce4+]) = Ve/(VCe4+ -Ve). 
 
--- - - -  
Know how we got the formula for E at ep. 
 
For example, if  we have: A(aq) +2e-A2-(aq)  EA/A2- =1.0V 
And B(aq) + e-  B-(aq)  EB/B- = 0.50 V 
 
1) What’s the titration reaction? 
 
If we are titrating 100.0 mLs of 0.100 M A with 0.100M B- against an SCE 
reference electrode (with Eref = 0.241V) 
(check if correct species) 
 
2) E = ? (against SCE reference electrode at the following V’s) 

 
a) V = 50.0 mLs    (ans: E = 0.259 V) 
b) V = 75.0 mLs   (ans:   = 0.287 V) 
c) V = 100.0mLs   (ans: = 0.592 V) 
 
(here you first derive: Eep = (1/3)(2E°A+E°B) -.241)   
 
d) V = 150 mLs   (ans=0.741V) 
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More complex example: (i.e. not just a 1:1 titration) 
(refer to Demonstration 16-1) 
 
The  most tricky is calculating E at the equivalence point. 
 
titrate 50.0 mL of 0.0200 M FeSO4 with  0.010 M KMnO4; buffered at pH 
4.2 during titration. 
 
8H++5 Fe2+ + MnO4

- --> Mn2+ + 5 Fe3+ + 4H2O   
 
at ep:  nFe2+ = 5 x nMnO4-: MFeVFe = 5 MMnO4VMnO4

  

=> VMnO4 = (1/5)(MfeVFe/MMnO4) = 20.0 mL 
 
 Before ep: we know [Fe2+]/[Fe3+]: 
 
 E = EFe - .059log[Fe2+]/[Fe3+]  
 
after ep: we know [Mn2+]/[ MnO4

-] 
  
 E = EMnO4 – (.059/5) log {[Mn2+]/[ MnO4

-][H+]} 
 
at ep:  
 
 Eep = (1/6)(EFe + 5 EMnO4) -  (.059/6)log(1/[H+])    
 
(note:  E = (1/6)(.77+ 5x1.51) - (.059/6)log(1/10-4.2)=1.39-.33=1.06V )   
 
Use of the reference electrodes has to be included in the potential: 
 
Note that the above E’s we were calculating were the “indicator potentials”.  
It would be the same value if our reference electrode was the standard 
hydrogen electrode (S.H.E.). But that’s hard to set up.  Instead, we often use 
Ag/AgCl or else standard calomel electrodes (SCE). 
  
To see how that is measured, we use a reference electrode and measure the 
potential of the cell relative to the reference electrode: 
  Emeasured = Eindicator – Ereference 
 _________/\_____________________ 
      /         \ 
___|________|______________|___________|_____________ E(V vs S.H.E.) 
   Eind     0 (SHE)      0.197(Ag|AgCl)   0.241(SCE) 
 
SHE : Std H electrode:   H+(aq) + e- --> (1/2) H2(g)  E°H+/H2 =0.0 V (definition) 
 
SCE = Sat’d Calomel Elect:  1/2 Hg2Cl2(s) +  e-  --> Hg(l) + Cl-(aq) EHg2Cl2/Hg = 0.268V  
(=0.241V satd KCl) 
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Ag/AgCl: 
:Red'n 1/2 rxns: (1) AgCl(s) + e --> Ag(s)+Cl- & (2) Fe3+ + Fe2+  
how to hook it up:Ag|AgCl(s)|Cl-||Fe3+(aq),Fe2+(aq)|Pt(s)  
Note: E°AgCl/Ag=0.222V ; E°Fe3+/Fe2+=0.771V  
Draw the picture: 
Note:Ecell is if want to know spont rxn: red'n is Fe2+ --> Fe3+.   

 
But more useful is the reading which can be (+) or (-):  ∆E=E+-E-  where E+ is the cell connected  
to the + of the voltmeter and E- is the electrode connected t the - of the voltmeter.  
 
Know to calculate unknowns in Latimer diagrams. 
   |----------- E°=?------| 
suppose we have:  Cu2+  ---->  Cu+ -----> Cu(s) 
   0.161v            0.518v ∆G°=-nFE° 
we write the 2 steps that add up to the step we want:    

e+ Cu2+ ----> Cu+     .161V    ---->  -.161F 
  e+Cu+   ---->  Cu .518V  ---->     -.518F 

net:    Cu2++ 2e --->  Cu        ???    0.339 <----   -0.679F=-2FE° 
 
 
NEW TOPIC:  Analytical Separations chapter 23 
 
1) Lecture: Liquid-
Liquid Extractions 
 
1) If a substance S is 
allowed to dissolve in 2 
immiscible liquids, it 
will separate and 
dissolve in both 
solutions according to 
its solubility in either 
one.  Eventually 
equilibrium is reached.  
We speak of a partition 
coefficient, K. The 
larger K is, the more S 
is in phase2. 
 

 
 
K  =    AS2     = [S]2 
           AS1    [S]1    
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Phases 1 and 2 usually aqueous & organic 
phases respectively.  
 
 
2) The fraction, q, of total moles, m,  
remaining in phase 1 (aqueous phase)  
can be calculated if we know the volumes  
of phases & the partition coefficient, K) 
 
K= (1-q)m/V2 =   (1-q)/V2 = (1-q)V1  

 qm/V1        q/V1   qV2 
 
 qV2 K  =V1 -qV1 =>  q(V1 +KV2)=V1   
 
=>  q =      V1   
             (V1+KV2) 
 
 or q1 = V1/(V1+KV2)  (fraction after one 
extraction) 
 
 
3) What about 2 extractions?   
q2 = q(q1) = q1

2 = (V1/(V1+KV2
2)) 2 

 
 

 
 
In general, qn = 
V1/(V1+KV2)n after n 
extrxns 
 
% extraction can also be calculated:   
 
4) Example K=4, V1=100mL and V2 is 

a) 500 mL (only 1 extraction):   

%q1 = 100%xV1/(V1+KV2)  

=1002/(100 +4(500))= 4.76% 

% extraction = 100-4.76=95.24% extracted 

b) 100 ml (5 extractions): 

%q5 = 100%{V1/(V1+KV2)}5  =100%{100/(100 +4(100))}5= .032% 
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% extraction = 100 - .032=99.968% extracted 

Better do many small extractions  
than make a few large extractions.  
(amount of solvent used is same). 
 
5) Distribution coefficient: similar to K  
but applies to solutes that can dissociate  
(such as weak acids).   
 
Consider a weak acid HA:   
HA <==> H+ + A-  (Ka).  Usually  
the case, charged species has extremely  
low solubility in organic phase (phase#2):   
So K applies only to the HA species.   
 
We have two constants: 
D =      [HA]2    and K =     [HA]2   

{[HA]1 +[A-]1}      [HA]1 
  
as well as:  
Ka=[H+][A-]  or    Ka   =    [A-] 
       [HA]     [H+]        [HA] 
Divide num. & denom. of D by [HA]1: 
 
 D =           K             or, D =    [H+]K   
         {1+Ka/[H+] }   {[H+]+Ka} 
 
6) Similar derivation for a base, B, and its BH+.  
Here, B partitions.   
 
D =           K  Ka      Ka here applies to:  
 {[H+]+Ka}      BH+ <=> B + H+ 
 
 
 
 
2) Problem: 
Consider: a weak acid, HA with partition  
coeff, K = 6.0 and Ka = 1.0x10-5.  
If 20.0 mL of 0.10 M HA is extracted with  
100. mL of solvent, what is the formal  
concentration remaining in the water phase  
a) @pH=4.0 ,  
b) @pH=6.0. 
 
2a) solution: 
a) at pH4.0:  [H+] =10pH=1.0x10-4M 
first, get D for weak acids:  
D =        [H+]K   =   6.0  (10-4)  = 5.45 
 {[H+]+Ka}     (10-4 +10-5) 
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substitute this in expression for K in the  
expression for q :  q = V1/(V1+KV2) becomes 
 
q = V1/(V1+DV2) = 20/(20+5.45(100))  
 
= 20/565 = .0354  (or 3.54%) 
 
so [HA]F in water = .0354(.10M) = .00354M   
(very little remains in the aqueous phase). 
 
2b) How about at pH 6.0? 
 
D = [H+]K/([H+]+Ka) = 6(10-6)/(10-610-5)=0.545 
q = V1/(V1+DV2) = 20/(20+0.545(100)) = .786  (or 78.6%) 
so [HA]F in water = .786(.10M)  = .0786 M  (most still in aq.)  
Be able to do problems like page 503-504. 
 
 
3) Metal cation extraction with metal chelator: 
Metals are charged, usually need to be chelated  
with an organic ligand such that in the complex  
form it is neutral and can preferentially dissolve  
in organic phase.(ex ligands: dithizone, oxine  
& cupferron).  When bound, complex is neutral. 
 
 
 
 


